Introduction {#sec1}
============

Despite more than three decades of effort, contamination of groundwater with organic pollutants remains a significant threat to drinking water supplies.^[@ref1]^ Attempts to employ ex situ treatment are often expensive and require decades to complete, while bioremediation and physical isolation of contaminants are difficult to use at many complex sites. As a result, engineers are increasingly using in situ chemical oxidation (ISCO) as an expedient approach for contaminant remediation.^[@ref2]−[@ref5]^

ISCO has been used for the treatment of chlorinated organic solvents and petroleum hydrocarbons for over three decades.^[@ref6]−[@ref8]^ Many of the early efforts to employ ISCO used permanganate (MnO~4~^--^) or hydrogen peroxide (H~2~O~2~). MnO~4~^--^ reacts quickly with certain contaminants,^[@ref9]−[@ref11]^ but the formation of manganese oxides (e.g., MnO~2(s)~) can clog soil pores and inhibit oxidant transport in the subsurface. H~2~O~2~ reacts with minerals in the subsurface to produce hydroxyl radicals (HO^•^) via Fenton-like reactions.^[@ref12]^ Because HO^•^ reacts rapidly with H~2~O~2~ to produce O~2~ and H~2~O^[@ref13]^ and Fenton-like reactions typically exhibit low yields at circumneutral pH values, the process is relatively inefficient.^[@ref14]−[@ref17]^ In addition, catalase enzyme activity in aquifer materials can decompose H~2~O~2~ through a nonradical pathway.^[@ref13]^ As a result of its high reactivity, H~2~O~2~ decomposes quickly in the subsurface, which can make it difficult to remediate contaminants that are located far from the reagent injection point.

While permanganate and hydrogen peroxide are still used frequently, persulfate (S~2~O~8~^2--^) has recently become popular as an ISCO oxidant.^[@ref5],[@ref18]−[@ref20]^ The mechanism through which S~2~O~8~^2--^ oxidizes contaminants is similar to the way in which H~2~O~2~ is converted to HO^•^ by ultraviolet light, with thermolytic cleavage of the peroxide bond slowly producing sulfate radical (SO~4~^•--^) instead of HO^•^:The formation of radicals from persulfate is commonly referred to as persulfate activation. However, in many cases it is difficult to measure sulfate radical concentrations and a decrease in persulfate loss is often used as a proxy for radical production. In such cases it may be more appropriate to refer to persulfate decomposition instead of activation, and this is the convention that is followed throughout this manuscript.

At 25 °C, the half-life of S~2~O~8~^2--^ is approximately 600 days, which means that groundwater must be heated if this mechanism is to be practical for remediation.^[@ref21]−[@ref25]^ Other approaches for accelerating the rate of S~2~O~8~^2--^ decomposition include UV irradiation,^[@ref26]−[@ref28]^ electrochemical systems,^[@ref29]^ zerovalent iron,^[@ref30]^ ferrous^[@ref31]^ or cobalt salts,^[@ref32]^ and base activation.^[@ref33]^ Base activation is used most commonly in field applications.^[@ref33]^ Each of these mechanisms has its limitations. For example, use of ultraviolet light in subsurface remediation is impractical, cobalt is a toxic metal, Fe(II) salts are rapidly oxidized to insoluble Fe(III)-oxides in the presence of persulfate, and thermal activation is energy intensive under the conditions encountered in soils and aquifers.

Compared to the mechanisms listed above, persulfate decomposition by reactions at mineral surfaces are not as well-known or understood. Results from recent studies suggest that aquifer materials and natural organic matter (NOM) can increase persulfate decomposition rates.^[@ref34]−[@ref36]^ The rate of decomposition was positively correlated with the content of amorphous iron in aquifer solids.^[@ref34]^ Empirical studies also demonstrated that the decomposition rate was enhanced by approximately an order of magnitude by the presence of aquifer solids.^[@ref21],[@ref34]^ Although the disappearance of persulfate during ISCO is slow compared to that of H~2~O~2~, the low reactivity of persulfate in aquifer solids can prove advantageous because it may allow the oxidant to reach source zones. It also may be useful in remediation of dilute plumes. However, there is a lack of fundamental understanding of the factors that control the rate of persulfate decomposition by aquifer materials. In addition to Fe(III) and Mn(IV) content, other factors that may affect the rate of persulfate decomposition include pH and the concentration of radical scavengers.

To provide insight into the role of naturally occurring minerals in persulfate decomposition and to develop a means of predicting the rate of persulfate loss during ISCO treatment, persulfate decomposition was studied under well-controlled conditions. Experiments were conducted using suspensions of pure minerals and aquifer solids to decompose persulfate in the presence of a pH buffer. The production of SO~4~^•--^ or HO^•^ was followed using benzene as a probe compound. Concentrations of persulfate and phenol (i.e., a benzene oxidation product) were measured under conditions expected in groundwater.

Materials and Methods {#sec2}
=====================

All chemicals used in this study were reagent grade or higher. All solutions were prepared using deionized water (resistivity \>18.2 MΩ, Millipore system). Ferrihydrite (Fe(OH)~3(s)~) and pyrolusite (β-MnO~2(s)~) were obtained from Sigma-Aldrich. Crystallized silica (SiO~2(s)~, i.e., pure sand, ACROS Organics, Inc.) was cleaned to remove trace amounts of metals according to the procedure described in the [Supporting Information](#notes-2){ref-type="notes"} (SI) section. Goethite (α-FeOOH~(s)~) was synthesized by mixing 1 M Fe(NO~3~)~3~ solution with 5 M KOH and then aging the precipitates at 70 °C for 60 h.^[@ref37]^ The synthesized goethite particles were rinsed with deionized water and dried using a Labconco Freezone 4.5 freeze-dry system (Labconco Corp., Kansas City, MO). The synthesized goethite was characterized by X-ray diffraction (XRD) to confirm its purity ([SI](#notes-2){ref-type="notes"} Figure S1).

Two clay materials were obtained from the Clay Minerals Society: Australian nontronite (26.0% Fe by weight) and Wyoming montmorillonite (2.59% Fe by weight). In addition, aquifer materials were obtained from five sites in California and Arizona. Details of the physicochemical characteristics of pure minerals, clays, and aquifer materials are provided in [SI](#notes-2){ref-type="notes"} Table S1. Additional information was provided previously.^[@ref17]^ Prior to use, each material was crushed with a mortar and pestle and sieved to collect particles with sizes between 38 and 150 μm (sieves with mesh 400 and 100, respectively). The sieved particles were autoclaved at 120 °C and 20 psi for 45 min and stored under sterile conditions.

Persulfate decomposition experiments were carried out under chemical conditions typical of groundwater. Prior to initiation of each experiment, suspensions were prepared with solids concentrations between 12.5 and 125 g/L using air-saturated deionized water or synthetic groundwater ([SI](#notes-2){ref-type="notes"} Table S2). In some experiments, the suspension was purged with N~2~ gas to achieve O~2~-free conditions and tests were conducted in a glovebox. In most experiments, the solution was maintained at pH 8.0 with 50 mM borate buffer prepared by adding 15 mL of a solution of 1 M of boric acid (H~2~BO~3~) and 62.5 mM of sodium tetraborate (Na~2~B~4~O~7~). The use of high buffer concentration was necessary to maintain a constant pH throughout the experiment. For some experiments, additional NaHCO~3~ was added along with the borate buffer to reach a bicarbonate concentration between 0.1 and 10 mM.

Several experiments were conducted with benzene at concentrations ranging from 0.1 to 1 mM. Benzene solutions were prepared by diluting from a 1.2 mM stock solution that was freshly prepared by dissolving 10 μL of anhydrous benzene (purity ≥99.8%, Sigma-Aldrich Inc.) in a 1 L glass volumetric flask filled with deionized water without headspace. No benzene was volatilized during this preparation step.

To start a decomposition experiment, persulfate was added to yield initial concentrations ranging from 1 to 50 mM, using aliquots of a freshly prepared 100 mM K~2~S~2~O~8~ solution. After mixing, the suspension was immediately transferred to multiple sealed glass tubes with no headspace and placed on a rotating mixer (Labquake Tube Rotators, Thermo Scientific Inc.). Each tube was treated as a sacrificial reactor and discarded after sampling. Most conditions were tested in triplicate, along with a homogeneous control consisting of only persulfate. For experiments with benzene, two additional controls consisting of only benzene and benzene with solids were included. All experiments were conducted at room temperature of 23 ± 2 °C.

At predetermined sampling intervals, each sealed sacrificial tube reactor was centrifuged at 3000 *g* for 3 min to separate the solids from the solution. The supernatant was immediately removed and filtered through a 0.22-μm nylon filter prior to analysis for persulfate, benzene and oxidation products. The solids were resuspended in acetonitrile, agitated vigorously with a vortex mixer, and then placed on a rotating mixer for 3 h to extract benzene and phenol from the solids. The acetonitrile was separated from the solids using the same centrifugation and filtration procedure and analyzed for adsorbed benzene and phenol.

Persulfate was measured using the KI colorimetric method^[@ref38]^ with a Lambda-14 UV spectrophotometer (PerkinElmer Inc., Waltham, MA). Benzene and phenol were analyzed on a Waters Alliance 2695 HPLC (Waters Corp., Milford, MA) equipped with a diode array detector. A Waters Symmetry-C18 column was used with a mobile phase of 40% acetonitrile and 60% 10 mM formic acid at a flow rate of 1 mL/min. Dissolved oxygen concentrations were determined using a YSI Model 58 oxygen probe (YSI Inc., Yellow Springs, OH).

Results and Discussion {#sec3}
======================

Decomposition of Persulfate by Minerals {#sec3.1}
---------------------------------------

As expected, the rate of persulfate loss in the absence of solids (i.e., homogeneous control) at room temperature was very slow (Figure [1](#fig1){ref-type="fig"}A). The small loss of persulfate in the homogeneous control was consistent with the predicted thermal decomposition of S~2~O~8~^2--^ to SO~4~^•--^ (reaction [1](#eq1){ref-type="disp-formula"}). Using the activation energy measured previously,^[@ref21]^ a loss of only 3% of persulfate was predicted over 30 days, which was similar to the measured loss of 2% in our experiments. The heterogeneous system with silica exhibited less than 3% persulfate loss over 32 days, which was indistinguishable from the homogeneous control. The addition of iron- and manganese-containing oxides accelerated the decomposition rate significantly, with an average of 12%, 65%, and 45% of persulfate loss over 32 days for 100 g/L suspensions of goethite, ferrihydrite, and pyrolusite, respectively (Figure [1](#fig1){ref-type="fig"}A). The decomposition rate was affected by the mass of solids in the suspension. For example, reducing the mass of pyrolusite from 100 to 50 g/L decreased persulfate loss from 45% to 10% over 32 days, while increasing its mass from 100 to 200 and 500 g/L increased the loss to 60% and 90% over the same period, respectively (Figure [1](#fig1){ref-type="fig"}B). Increasing the mass of silica did not affect the rate of persulfate loss ([SI](#notes-2){ref-type="notes"} Figure S2).

![Stability and decomposition of persulfate in different systems. Initial persulfate concentration 1 mM, pH 8.0, ionic strength 50 mM. (A) Impact of different solids along with a homogeneous control, solid mass loading 100 g/L. (B) impact of pyrolusite mass loading on persulfate decomposition.](es-2014-02056d_0001){#fig1}

To examine the effect of suspended mineral mass on persulfate decomposition, data were converted to pseudo-first-order kinetics with the following expression:In this expression, *k*~obs~ represents the observed pseudo-first-order rate constant (s^--1^), *k*~SA~ is the surface area normalized pseudo-first-order rate constant (L·m^--2^·s^--1^), and *C*~S~ is the BET surface area of the suspended solids (m^2^·L^--1^).

The surface area normalized decomposition rate constants for different solids varied by approximately 6 orders of magnitude (Figure [2](#fig2){ref-type="fig"}). The relative reactivity of the minerals followed the order pyrolusite \> ferrihydrite \> goethite \> silica. Nontronite, an iron-rich clay and montmorillonite, a clay with a relatively high manganese content, were both capable of persulfate decomposition, with montmorillonite decomposing persulfate at a rate that was approximately an order of magnitude higher than that of nontronite (Figure [2](#fig2){ref-type="fig"}). The aquifer materials exhibited decomposition rates that were similar to those observed for the iron oxides (Figure [2](#fig2){ref-type="fig"}). These aquifer materials contained between 0.7 and 2.5% Fe and between 0.01 and 0.12% Mn. Iron- and manganese-containing minerals also decomposed persulfate at initial persulfate concentrations ranging from 5 to 50 mM with 50 g/L of each mineral ([SI](#notes-2){ref-type="notes"} Figure S3).

![Comparison of rate constants of persulfate decomposition by different solids at varying concentrations. Rate constants are normalized by BET surface areas and corrected for thermal decomposition at room temperature. Initial persulfate 1 mM, pH 8.0. Error bar represents one standard deviation.](es-2014-02056d_0002){#fig2}

Reaction Mechanism for Heterogeneous Persulfate Decomposition {#sec3.2}
-------------------------------------------------------------

By analogy to the Fenton system, we propose that the rate-determining step for persulfate decomposition by an iron-containing mineral can be described by the following reaction:where ≡Fe(III) represents the redox-active iron surface site. One-electron reduction of ≡Fe(III) would result in the formation of persulfate radical (S~2~O~8~^•--^), which could then initiate radical chain reactions. The existence of S~2~O~8~^•--^ is supported by previous studies of the reaction between S~2~O~8~^2--^ and SO~4~^•--^, in which S~2~O~8~^2--^ was oxidized to S~2~O~8~^•--^ via a one-electron transfer reaction.^[@ref39],[@ref40]^

Similar to the Fenton reaction, the overall reaction rate of persulfate decomposition is likely affected by the number of reactive surface sites and electron transfer rates.^[@ref41]^ As in the Fenton system, the surface reactivity of each type of mineral is likely affected by crystallinity and metal coordination. For example, in the Fenton system, the H~2~O~2~ decomposition rate was much higher in the presence of amorphous ferrihydrite than crystalline goethite.^[@ref14]^ A similar trend was also observed in our experiments, with ferrihydrite exhibiting higher rate constants than goethite. Similarly, our observation of higher reactivity for manganese oxides was consistent with observations from the Fenton system.^[@ref17]^

Previous research has demonstrated persulfate decomposition by dissolved transition metals, including Fe^2+^, Mn^2+^, Ag^+^, Co^2+^, and Ni^2+^, under acidic conditions (i.e., pH \< 3).^[@ref31],[@ref42]^ Acidic conditions are potentially problematic in groundwater because they can release toxic metals and alter minerals. Under circumneutral pH conditions, transition metals associated with surfaces can undergo similar reactions. After surface metals are reduced via reaction [2](#eq2){ref-type="disp-formula"}, ≡Fe(II) should be oxidized rapidly by persulfate to regenerate ≡Fe(III) with the production of SO~4~^•--^ and sulfate:Therefore, the metal catalyzed decomposition of persulfate proceeds as follows:The fact that persulfate can be both oxidized and reduced is similar to the mechanism by which H~2~O~2~ acts as both an oxidant and reductant in the Fenton system. In addition, S~2~O~8~^•--^ can be produced through a radical chain propagation reaction:^[@ref40],[@ref43],[@ref44]^The fate of S~2~O~8~^•--^ is unclear. Previous studies on the fate of the radical did not examine its decomposition mechanism.^[@ref45],[@ref46]^ One possible fate of S~2~O~8~^•--^ is oxidation of water, which would occur through a multistep process with the following stoichiometry:OH^--^ could also serve as a source of HO^•^ ^[@ref46]^ and SO~4~^•--^ can also oxidize water,^[@ref45]^ and under alkaline conditionsIn the absence of organic solutes, Reactions [6](#eq6){ref-type="disp-formula"} and [9](#eq9){ref-type="disp-formula"} serve as chain termination steps.

The overall reaction of persulfate decomposition in water isResults from selected experiments in which sulfate production was measured along with persulfate loss showed good agreement with the overall stoichiometry of reaction [10](#eq10){ref-type="disp-formula"} ([SI](#notes-2){ref-type="notes"} Figure S4A). For Mn(IV)-containing materials, a similar reaction pathway can take place through a redox cycle involving Mn(IV)/Mn(III) surface species to generate sulfate radical and initiate chain reactions.

To assess the possible role of dissolved O~2~ in persulfate decomposition, experiments were conducted in the absence of oxygen with a pyrolusite suspension. Results showed that the presence of dissolved O~2~ had no effect on the rate of persulfate loss ([SI](#notes-2){ref-type="notes"} Figure S4B). In addition, dissolved O~2~ was produced as S~2~O~8~^2--^ decomposed. The observed stoichiometric ratio of O~2~ produced per S~2~O~8~^2--^ lost was approximately 0.5 ([SI](#notes-2){ref-type="notes"} Figure S5), which was consistent with reaction [10](#eq10){ref-type="disp-formula"}.

Impact of Organic Compounds on Persulfate Decomposition {#sec3.3}
-------------------------------------------------------

In the presence of organic contaminants, the radical chain decomposition of persulfate changes. Using benzene as a representative organic contaminant, the stability of persulfate was examined (Figures [3](#fig3){ref-type="fig"} and [4](#fig4){ref-type="fig"}). The rate of persulfate decomposition increased as benzene concentrations increased from 0 to 1000 μM. For example, in the presence of 50 g/L ferrihydrite, approximately 15% of persulfate was decomposed over 30 days in the absence of benzene. When 100 μM of benzene was added, persulfate decomposition accelerated significantly, with 45% loss over 30 days. At a benzene concentration of 1000 μM, approximately 75% of persulfate was decomposed over the same period (Figure [3](#fig3){ref-type="fig"}). These results indicated that the half-life of persulfate would decrease from 170 days in the absence of benzene to 45 and 20 days in the presence of 100 and 1000 μM of benzene, respectively. A similar trend was observed for other pure minerals, with the exception of silica, which was not capable of catalyzing persulfate decomposition. For the aquifer materials, benzene appeared to have an effect, but it was harder to detect due to higher variability among replicates due to heterogeneity of the aquifer materials.

![Impact of benzene concentration on the decomposition of persulfate in the presence of 50 g/L ferrihydrite, pH 8.0. No mineral was present in the homogeneous control.](es-2014-02056d_0003){#fig3}

![Impact of benzene concentration on the decomposition of persulfate in the presence of different solids. Solids mass loading 50 g/L, pH 8.0.](es-2014-02056d_0004){#fig4}

The acceleration of persulfate decomposition in the presence of benzene may be attributable to radical chain reactions initiated by oxidation of benzene. Previous research using HO^•^ has shown that the intermediate products of benzene oxidation include organic radicals that can propagate the chain.^[@ref28],[@ref48]^ For example, the reaction of HO^•^ with benzene results in formation of a cationic radical that is subsequently hydrolyzed to hydroxyl-cyclohexadienyl (HCHD) radical.^[@ref48]^ HCHD radical further reacts with oxygen to produce an organic peroxy radical that generates HO~2~^•^ and phenol. Under circumneutral pH conditions, HO~2~^•^ will deprotonate to superoxide (O~2~^•--^), which can undergo iron-catalyzed dismutation:During this process, the faster rates of reduction of Fe(III) relative to oxidation of Fe(II) favor the presence of reduced Fe(II),^[@ref49]^ thereby contributing to oxidant decomposition. H~2~O~2~ produced by superoxide dismutation reacts quickly with iron and manganese through Fenton-like reactions on mineral surfaces.^[@ref13],[@ref14],[@ref17]^

Presumably a similar radical chain mechanism occurs during the reaction of benzene with SO~4~^•--^. A second-order rate constant of 3 × 10^9^ M^--1^·s^--1^ has been reported for the initial step of this reaction:^[@ref50]^Because the branching ratio of reaction [13](#eq13){ref-type="disp-formula"} is much bigger than those of reactions [5](#eq5){ref-type="disp-formula"} and [7](#eq7){ref-type="disp-formula"} under experimental conditions used in this study (i.e., *k*~13~\[benzene\] ≫ *k*~5~\[S~2~O~8~^2--^\]; *k*~13~\[benzene\] ≫ *k*~7~\[H~2~O\], reaction rate constants provided in [SI](#notes-2){ref-type="notes"} Table S4), essentially all SO~4~^•--^ reacted with benzene instead of persulfate or water when benzene was present.

The acceleration of persulfate decomposition by benzene was also observed in experiments using synthetic groundwater that contained chloride, bromide, carbonate and natural organic matter ([SI](#notes-2){ref-type="notes"} Table S2). In these experiments, the rates of persulfate decomposition by iron and manganese-containing minerals were consistent with those measured in benzene solutions prepared with borate-buffered water ([SI](#notes-2){ref-type="notes"} Table S3).

Under typical groundwater conditions, additional reactions between SO~4~^•--^ and chloride or bromide can take place:^[@ref44],[@ref51]^Cl^•^ and Br^•^ radicals can further react with water to produce other short-lived radicals.^[@ref52]−[@ref54]^ However, in the presence of 1 mM benzene and under typical groundwater conditions, chloride and bromide are minor sinks for sulfate radical (i.e., *k*~13~\[benzene\] \> *k*~14~\[Cl^--^\]; *k*~13~\[benzene\] \> *k*~15~\[Br^--^\]). Therefore, groundwater constituents only had a small impact on the scavenging of SO~4~^•--^ radicals in the presence of benzene.

In addition, under groundwater conditions, SO~4~^•--^ generated through reaction [3](#eq3){ref-type="disp-formula"} can react with bicarbonate:^[@ref47]^CO~3~^•--^ can then react with persulfate to cause further decomposition of persulfate:However, for the range of concentrations studied in these experiments (\[HCO~3~^--^\] = 1--10 mM and \[S~2~O~8~^2--^\] = 1 mM) and in the presence of 1 mM benzene, bicarbonate is not a major sink for sulfate radical (i.e., *k*~16~\[HCO~3~^--^\] \< *k*~13~\[benzene\]) and reaction [17](#eq17){ref-type="disp-formula"} will not be important to persulfate decomposition. This is consistent with observations from experiments in which persulfate decomposition was measured in the presence of benzene at varying concentrations of bicarbonate ([SI](#notes-2){ref-type="notes"} Figure S6).

The presence of SO~4~^•--^ or HO^•^ during persulfate decomposition in heterogeneous systems was confirmed by measurements of phenol production. In heterogeneous systems with Fe(III)- and Mn(IV)-containing minerals, an initial persulfate concentration of 1 mM and an initial benzene concentration of 100 μM, phenol was formed in the presence of different solids (Figure [5](#fig5){ref-type="fig"}). For example, approximately 25 μM of phenol was generated in the presence of 50 g/L goethite, nontronite, and montmorillonite after 30 days. Fifteen micromolar of phenol was produced in pyrolusite, and 5 μM, in ferrihydrite. Benzene loss ranged from 20 to 40 μM in these experiments.

![Formation of phenol as oxidation product of benzene by sulfate radical in the presence of 50 g/L different Fe- or Mn-containing oxides and aquifer materials. Initial benzene concentration 100 μM, initial persulfate concentration 1 mM, pH 8.0, ionic strength 55 mM.](es-2014-02056d_0005){#fig5}

Environmental Implications {#sec3.4}
--------------------------

The findings from this study have significant implications for the use of persulfate for ISCO applications. First, the observation that iron- and manganese-containing minerals decompose persulfate under conditions encountered in the subsurface allow for prediction of the rate at which SO~4~^•--^ or HO^•^ is produced in the absence of added activators, such as heat or base. In aquifers dominated by pure sand, persulfate is very stable with half-lives of more than 2 years. If Fe(III)- or Mn(IV)-containing oxides comprise greater than approximately 2% of aquifer solids, the rate of persulfate decomposition will increase, with half-lives decreasing to less than a year. When persulfate encounters a zone that is rich in iron- or manganese-oxides or clay, its half-life can decrease substantially.

Second, once persulfate is injected into the subsurface, its treatment efficacy may be affected by the distance that it travels in the surface. In many situations, it may be preferable for persulfate to persist in the aquifer for many months to allow it to reach contaminants distant from injection wells. Results from this study show that persulfate compares favorably to H~2~O~2~-based ISCO systems in this respect. Persulfate decomposition was much slower than hydrogen peroxide decomposition in the Fenton system, with a half-life that was more than 2 orders of magnitude longer ([SI](#notes-2){ref-type="notes"} Figure S7). Hydrogen peroxide was decomposed over several hours ([SI](#notes-2){ref-type="notes"} Figure S8A), whereas persulfate decomposition took several weeks ([SI](#notes-2){ref-type="notes"} Figure S8B). Considering different hydraulic conductivities in the subsurface and uncertainties associated with the rate of oxidant transport in the aquifer, the high stability of persulfate in uncontaminated aquifer zones indicates more effective transport and delivery of oxidants.

Finally, the rate of persulfate decomposition accelerates when the injected oxidant reaches a contaminant plume. The half-life of persulfate in the aquifer can be more than 1 year in the absence of an organic contaminant. Once persulfate encounters a contaminant such as benzene, radical chain reactions increase the persulfate decomposition rate and its half-life can decrease to as little as a few days. Its half-life can also decrease in the presence of iron- or manganese-containing oxides or clays, which are frequently associated with low hydraulic conductivity regions where contaminants often accumulate.

Additional description of iron and manganese mineral preparation and eight figures on the rate of persulfate decomposition and product formation in different conditions. This material is available free of charge via the Internet at <http://pubs.acs.org>.
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